Although this aspect will not be addressed here, an experimental program to measure these kinetics has been completed at our laboratory.
In formulating the equilibrium model 3 , the following reactions were considered: where T represents the temperature in degrees Kelvin and the subscript refers to the reaction to which the equilibrium constant is assigned. Equation (4) was modeled after the temperature dependence for the acid dissociation of HOBr^, but adjusted to give the measured value of K 4 for HOI at 25°C.1O The equilibrium expression for this equation is as follows: expression must be used. However, because the charge is the same on both sides of this equation, the heat capacity change should be minimally. This point will be elaborated on in the ensuing discussion. log K 6 = -2.92/T + 8.27
The heats of reaction for equations (7) and (8) The key to this method was to allow the iodine to distribute between the two solutions via the gas phase. This process, as well as the equilibration of the I 2 /I0 3 " couple, required up t.) five days at 25°C, but was complete within 24 hrs at 200°C. Upon attaining equilibrium, as indicated by a constant potential reading, samples were withdrawn from both solutions: the iodine concentration, m%, was determined by spectrophotometry using the absorption maximum at 460 nm (e = 730.9 M"l cur 1); 18 the total iodine, m[_, iodate, mRj, and iodide, mij, concentrations were measured by potentiostatic coulometry; and the proton concentrations, m[_ 2 and IHR 2 , were determined by titration with standard NaOH solutions. Twenty-two experiments were carried out over the temperature range 3.8 to 209.0°C. 
Spectrophotometric Measurements

Solubility
The acid dissociation constant for iodic acid, equation (5) The maximum correction in\oked by this treatment was 3.8 mV, with the average being less than 1 mV.
The final constraint is limited by the ability to predict the activity coefficients of the species involved in the equilibrium expression for K3. In the absence of relevant experimental values, and based on the temperature dependence of a wide variety of ions, the individual ionic activity coefficients can best be estimated from the revised Davies equation.25 Based on iodine solubility measurements in NaC.104 media at 25°C, the activity coefficient of aqueous iodine was set at unity.
